Thermodynamics of sodium carbonate in solution. by Taylor, Charles Edward








THERMODYNAMICS OF SODIUM CARBONATE IN SOLUTION
A thesis submitted by
Charles Edward Taylor
B.S.(Ch.E.) 1949. University of Colorado
M.S. 1951, Lawrence College
In partial fulfillment of the requirements
of The Institute of Paper Chemistry





INTRODUCTION AND PRESENTATION OF THE PROBLEM 1
Table of Nomenclature 3
THEORY 6
Thermodynamics of Electrolytes in Solution 6
Thermodynamics of Galvanic Cells 17
The Debye-Huckel Theory 20
Application of Theory to Sodium Carbonate Solutions 26
Concentration Cells 27
The Vapor Pressures of Solutions 33
Previous Work on Sodium Carbonate Solutions 36
DETERMINATIONS OF THE ELECTROMOTIVE FORCES OF 40
CONCENTRATION CELLS
Apparatus 40
Sodium Carbonate Solutions 43
Sodium Amalgam Preparation 44
Preparation of Silver-Silver Carbonate Electrodes 46
Filling and Operating Concentration Cells 48
Results at 25°C. 51
Results at 15 to 65°C. 54
Densities of Sodium Carbonate Solutions 55





TABLE OF CONTENTS (CONTINUED)




Densities of Solutions from 65 to 95°C. 73
THERMODYNAMIC DATA DERIVED FROM EXPERIMENT 76
RESULTS
Activity Coefficients at 25°C. 76
Activity Coefficients at 15 to 65oC. From 82
Concentration Cell Data
Activity Coefficients from Vapor Pressure 87
Measurements at 65 to 95°C.
Relative Partial Molal Enthalpies 90
DISCUSSION OF THERMODYNAMIC DATA 94
Reliability of Activity Coefficient Data 94
at 25°C.
Reliability of Activity Coefficient Data 97
from 15 to 95°C.
The Relative Partial Molal Enthalpies 101
Significance of This Thermodynamic Study 103




Activity Coefficients at 25°C. From 110
E.M.F. Measurements
iv
TABLE OF CONTENTS (CONTINUED)
Activity Coefficients Calculated 112
from Vapor Pressures
Errors Due to Hydrolysis 114
Vapor Pressure Determinations 115
Vapor Pressures of Sodium Carbonate Solutions 117
at 65 to 95°C.
INTRODUCTION AND PRESENTATION OF THE PROBLEM
An understanding of the behavior of electrolytes in solution is
necessary for the elucidation of the kinetics and equilibria of many
reactions. The utility of comprehensive thermodynamic data over a wide
range of conditions is evident in many phases of the pulp and paper
industry and in other industries. For instance, reliable data for solu-
tions of electrolytes are needed for a better understanding of the
pulping processes at elevated temperatures, the causticization of green
liquor in the sulfate process, the bleaching of pulp with various
chlorine compounds, the preparation of sulfite cooking liquors, and the
proposed recovery methods for the neutral sulfite semichemical process.
In spite of the demand for such data, previous investigations
have been limited to relatively few compounds over a narrow range of
conditions. Comprehensive activity coefficient data above 60°C. have
been determined only for sodium chloride and sulfuric acid. For such
an important compound as sodium carbonate, activity coefficients have
been reported only at 25°C. (1, 2). Similar data for a number of
compounds used in the pulp and paper industry have not been determined.
Sodium carbonate is one of the chief inorganic raw materials used
in industry. It has been estimated (3) that the total consumption of
sodium carbonate in the United States was 4,474,000 tons in 1952.
During the same year the pulp and paper industry utilized an estimated
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305,000 tons. In addition, the continuous production of sodium car-
bonate in the recovery of the cooking liquors of the alkaline pulping
process must be considered.
However, the study of sodium carbonate solutions is not impor-
tant solely because of the extensive industrial use of sodium car-
bonate. From a scientific aspect, the study of the behavior of these
solutions should yield valuable information for the calculations of
chemical equilibria and reaction kinetics, estimation of the behavior
of similar electrolytic solutions, and a number of other applications.
A program of research was therefore initiated to study the
thermodynamics of sodium carbonate solutions with particular emphasis
on the determination of the activity coefficient data. It was desir-
able to carry out experimental work over as wide a range of temperature
and concentration as possible and thus obtain generally applicable
data. Due to the limitations in the experimental methods of measuring
thermodynamic data, two independent methods were chosen to cover the
desired temperature range: (1) the measurement of the electromotive
force of concentration cells from 15 to 65°C. and (2) the measurement
of the vapor pressure of sodium carbonate solutions from 65 to 95°C.
Comparison of the results at 65o°C derived from the two independent
methods should yield additional information concerning the reliability




1. A bar over a quantity refers to a partial molal thermodynamic
quantity.
2. A superscript zero refers to a value of a function in the
standard state.
3. Subscripts refer to ionic or molecular constituents or to mean
ionic quantities.
A - Debye-Huckel equation constant
a - activity
a - effective diameter of ions in Angstroms
B - Debye-Huckel equation constant
c - molarity in moles/1000 ml. of solution
D - dielectric constant
D - Logarithmic ratio of rational activity coefficients,
Equations (57) to (60)
E - electromotive force
F - molal free energy
- Faraday charge
f - rational activity coefficient
f - fugacity
H - molal enthalpy
HD - molal heat of dilution





k - Boltzmann constant
kH-constant defined by Equation (77)
L - relative molal enthalpy
In- logarithm to the base e
log - logarithm to the base 10
M - molecular weight
m - molality in moles 1000 grams solvent
N - mole fraction
N - number of Faraday equivalents
N - Avagadro number - Equation (50)
n - moles of gas
P - total pressure
P - vapor pressure
R - gas constant/mole
S - limiting slope of the Debye-Huckel equation
T - absolute temperature
x - degree of hydrolysis
z - valence
r - ional concentration
y - molal activity coefficient
e - electronic change
- ionic strength





P - function - Equation (61)
TL- apparent relative molal enthalpy
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THEORY
Thermodynamics deals with systems in equilibrium, and the
fundamental concepts of ideal gases and solutions are well established.
However, real solutions approach the behavior of ideal solutions only
in a very dilute state. To account for the nonideal behavior of solu-
tions at ordinary concentrations, modifications of the fundamental
functions have been devised, and the study of electrolytic solutions
has become a very specialized field. Lewis and Randall (4) made a
very important contribution to the thermodynamics of solutions by
clearly outlining the concepts and correlating previous work on the
basis of ionic properties. Recently, Harned and Owen (5) presented a
very comprehensive treatise on this specific field. In the following
sections are summarized the important principles relevant to the study
of sodium carbonate solutions. The theory is based on the above mentioned
references using the notations of Harned and Owen.
THERMODYNAMICS OF ELECTROLYTES IN SOLUTION
A consideration of some of the basic concepts of classical
thermodynamics is necessary in the development of the theory of
electrolytic solutions. The function of particular importance in
chemical changes is the free energy. For a system undergoing a
reversible change in state, at constant temperature and pressure, the
free energy change is a measure of the net work available for external
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utilization. Furthermore, Gibbs, (6) has demonstrated that, for a
chemical reaction proceeding at constant temperature and pressure, a
necessary criterion of equilibrium is that
(dF)pT = . (1)
This relationship has served as the basis of our understanding the
complex equilibria of chemical reactions and processes,
The absolute values of F are not known; however, we are concerned
only with the changes in free energy in passing from the initial to the
final state. It is helpful to imagine the free energy as a chemical
potential or a measure of the escaping tendency of a component in a
system. However, it is desirable to introduce more restricted functions
than free energy in studying solutions. In order to account for the
nonideal behavior of solutions, Lewis introduced the fugacity (f) and
defined it by the equation
(dF-=RT d (ln f) (2)
A F=RT ln f/f (3)
where R=gas constant per mole
T=absolute temperature
f =fugacity at some arbitrary standard state
The definition of fugacity is not complete unless the standard state of
the component of a system is established.
In dealing with multicomponent systems (e.g. a solution), it is
convenient to use partial molal quantities. The partial molal free
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energy (F1) of component (1) is defined by the equation
1(F/anl) P,T,n2 ooo (4)
where F=the free engergy of the solution
nl9,n 2 o=moles of components 1,200oin
2 solution
and Equation (4) becomes
AF =F -F =RT in f1/f (5)Il i -1
where F0 =partial molal free energy at the standard
state
In many cases it is very difficult or impossible to determine
the values of the fugacity for the components of a solution. However,
the ratios of the fugacities may be determined, and Lewis introduced
another thermodynamic property called the activity (a).
am/f_/ (6)
Equation (5) becomes
F1 -F = RT In a1 (7)
The concept of activity is particularly useful in dealing with liquid
solutions. For example, if the standard state of a component in a
solution is chosen as the pure component at the temperature and
pressure of the solution, the activity becomes a function of the
concentration of the components. For an ideal solution the activity
is equal to the concentration of the component, and from Equation (7)
F1 -F1=RT in N1 (8)
where N =mole fraction of the component
in solution =nl/n1 +n2ooo
Thus, the activity provides a basis for the thermodynamic expression
of concentration in terms directly related to the free energy.
The choice of standard states necessary to complete the defini-
tion of the fugacity and activity is arbitrary. However, it is
desirable to select standard states which yield convenient scales
related to the compositions of ideal solutions. The standard state of
a liquid or a solid is taken customarily as the pure substance at a
specified pressure, and the activity in the standard state is unity.
For a solution, the standard state of the solvent is usually the pure
substance at a specified pressure, while that of the solute is the
state of infinite dilution at a specified pressure It is not nec-
essary for the component actually to exist in the standard state; the
choice may be purely hypothetical.
For nonideal solutions, the activity of a component is not equal
to the concentration as expressed in Equation (8). In working with
solutions it is often convenient to think of the ratio of the activity
to the concentration. Therefore, an empirical factor called the
activity coefficient (f) is introduced and defined by the equation
f.a/N (9)
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In the preceding discussion we have been concerned with solutions
in general. Let us now consider specifically electrolytic solutions.
The thermodynamic functions apply strictly to the components of the
solution, which were defined by Gibbs as the independently variable
constituents. Thus, the solvent and the electrolytes are the only
components of a solution. The ions are of fundamental importance in
determining the behavior of the solution; however, the concentrations of
the cations and anions are not independent variables and cannot be con-
sidered as components of the system. The thermodynamic functions are
therefore developed in terms of hypothetical ionic activities. Only
certain ionic activity products or ratios have any real physical
significance.
Let us consider a binary solution consisting of a solvent and
an electrolytic solute. For an electrolyte, C v+ Av, the dissociation
into ions is represented by the equation
C v+ Av = v+CZ++ x Az- (10)
where v+the number of cations per mole
-- =the number of anions per mole
z+=valence of the cation
z-=valence of the anion
The activity of the electrolyte in solution is expressed in terms of
the activities of the individual ions and, by definition,
a _ a± _ (a+ a_ )
where v =v+ + v
a+, a- v activities of individual ions
a+ = mean activity of the ions.
The use of the mean ionic activities permits the correlation of the
properties of electrolytes of different valence types. For an electro-
lytic component of a solution, the partial molal free energy is given
by the equation
F - F° = RT in (a2+ a. ) = vRT in a+ (12)
The standard state of the solute is the dissociated electrolyte at
infinite dilution, and the activity approaches the concentration as the
concentration approaches zero. The standard state of the solvent is
the pure substance at a pressure of one atmosphere.
For an ideal electrolytic solution, the free energy of a solute
may be expressed by the equation
F2 F2 -vRT In N, (13)
where N+ is the mean ionic mole fraction. The mean ionic mole fraction
is defined by an expression analogous to that used for the mean ionic
activity.
N (N + N )/v (14)
In nonideal solutions the activity and concentration of the solute are
not equal From Equations (9), (ll), and (14), the activity coefficient
(11)
is expressed by the equation
fi. - aJ/N+ = (f+v+ f )/ (15)
where f± -= the rational activity coefficient
f+,f_ = ionic mole fraction activity coefficients
From Equation (12), the basic equation for an electrolyte in solution is
F = N +VRT In fi N4 (16)
The partial molal free energy in the standard state has been written
as FN to indicate that the concentrations are expressed on a mole
fraction basis.
In experimental work it is customary to express the concentration
of the solute in terms of the molality (moles of solute per 1000 grams
of solvent) and the following equations are applicable:
V+ v1 /v
m± (m+m+ m_) m(+ 1 ) (17)
where m = molality of the solute
m,m m_ = molality of ionic constituents
'mn -- mean ionic molality
y+ a -m± (Y y+ V)1/ (18)
where y, = practical activity coefficient or the
mean ionic molal activity coefficient
y+,y_ = ionic mols! activity coefficients
F = 'F +vRT in (y+ my) (19)
m
Since the standard state of the solute is the dissociated ions
at infinite dilution, the activity coefficient based on the different
concentration scales are equal to unity at infinite dilution.
f s r+ = 1 (20)
It is necessary to obtain the relationship between f and y at
concentrations other than infinite dilution. By combining Equations
(16) and (19)
F = +vRT In (N, f^) =F +vRT In (mn4 ma) (21)
N m
At any solute concentration, m,
N+ m2/v m+000l/M1 (22)
where M1 = molecular weight of the solvent0
At infinite dilution, the limiting value of the ratio N-/m. becomes
N+/m+ = M/1000 (23)
Substitution of this limiting ratio in Equation (21) yields
N n-~N =I  +¥RT in 1000/M1 C24)
By combining Equations (21) and (24)
In f+ = In y+ + In [m+/N± (M1/1000)] (25)
Substitution of Equation (22) in (25) yields the relationship between
f+ and y+.
in f+ = in + in (l+mvMlO1000) (26)
From a consideration of the chemical potentials of several
components of a phase at constant temperature and pressure, the following
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relationship, the Gibbs-Duhem equation, is obtained-
Z N d In a = 0 (27)
i i 1
This very important relationship permits the calculation of the
activity of one component of a system when the activities of the other
components are known.
In the special case where there are only two components consisting
of a solvent and an electrolyte in solution, Equation (27) becomes
N d1n a -N d1na (28)
1 1 2 I 2 (28)
In many cases the activity of the solvent (a ) may be determined from
vapor pressure determinations, freezing point depression measurements,
etc. Converting Equation (28) to a molality basis, the activity
coefficient (y+) can then be derived from Equations (11) and (18) to
yield:
1000/ l d In a - m d In (m+ y+) (29)
d In y+ = (-1000/v mMi) d In a -d in m4 (30)
With suitable data on a , the logarithmic ratio of activity coefficients
at any two concentrations may be obtained by graphical integration of
Equation (30).
The calculation of the activity coefficient ratios by graphical
integration may be somewhat simplified by changing the form of Equation
(30). The osmotic coefficient (p) is defined by the equation
= -1000/ mM In a (31)
( 1
By differentiating Equation (31) and substituting in Equation (30), and
noting that d in m -d in m+, the following equation results
d In y = -1/m d [m (1- P)] (32)
When dm is changed to an equivalent form (2m / dm ' ) and Equation
(32) is integrated between limits of m2 and m 1
in y+ 2/y+l = (P2 -1 ) -2 (1q/m /2 ) dm1/2 (33)
ml
Equations (30) and (33) are not suitable for extrapolating the experimental
data to infinite dilution; however, appropriate methods will be discussed
in following sections.
It is important to consider some of the changes in the thermo-
dynamic functions accompanying the variation of free energy or activity
of the solute with temperature. By the Gibbs-Helmholtz equation
[d ( AF/T)/dT] = - AH/T 2 (34)
where AH = enthalpy change.
By substituting Equation (20) in (34) and evaluating at constant
composition
H2 2 = -VRT2(aln y,/aT) (35)
where H = the partial molal enthalpy of the solute
2 at infinite dilution
For convenience, the relative partial molal enthalpy (L) is introduced
and defined by the equation
L _ (H - fr) (36)
and
It2-= -VRT2 @ln y7 T) (37)
L is therefore the enthalpy change of a solute from a reference state
.2
of infinite dilution to a given concentration. If accurate activity
coefficient data for an electrolyte are available over a range of
temperatures, Equation (37) may be used for determining L2.
Equation (34) could also be applied to activity data of the
solvent. However, the change in the activity of the solvent with
temperature is small, and usually the experimental data are not suffi-
ciently accurate to calculate L1 for the solvent.
In order to obtain a better understanding of solution enthalpies,
let us consider the enthalpies from a different point of view. The
total enthalpy change of the solution from infinite dilution to any
concentration is expressed as
L = n L +n2L = n T (38)
11 22 2 L
whereP = apparent relative molal enthalpy of the
L solution.
However, PL is equivalent to the integral heat of dilution (HD) but of
opposite sign.
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P = H (39)
L D
The integral heat of dilution data may be obtained from thermochemical
measurements. Therefore, there is a second means of calculating the
values of L2 by using the equation
2 =AHD -l/2m/ (1 AHDm 1
/ 2 (40)
Equation (40) does not offer a satisfactory means of calculating AH
D
from known values of L .
2
The values of L are usually calculated from thermochemical
2
data using Equation (40). The values of L2 calculated from Equation
(37) are inherently less accurate than those calculated from Equation
(40), but they are very useful in checking the consistency of activity
coefficient data and valuable at temperatures where thermochemical
measurements have not been made.
THERMODYNAMICS OF GALVANIC CELLS
A galvanic cell consists of two electrodes joined by an electro-
lytic solution. From the standpoint of chemical thermodynamics certain
cells are very important because they yield a direct measure of the
free energy change of the cell reaction under the proper conditions.
For measurement of the free energy change, the following restrictions
are necessary:
(1) the chemical reaction of the cell must be known and (2) the cell
must be operated reversibly at constant temperature and pressure.
As a typical example, consider the cell
Ag-AgX MX(m) j MHg
where M = an alkali metal
X = a halide
MHg = an alkali metal amalgam
The chemical reaction for this cell is
AgH (s) + M(s) = MX(m) + Ag(s)
where (s) refers to the compounds as solids. The change in free energy
for the cell reaction is given by the equation
AF = AF° + RT In [a (products)/a (reactants)] (41)
where AF = free energy change of reaction in standard state
When the cell is operated reversibly at constant temperature and pressure,
the electromotive force of the cell (E) is related to the free energy
change of the cell reaction by the equation
AF = -NfE (42)
and AF° = -NE ° (43)
where N = the number of equivalents represented by the
chemical reaction
= Faraday charge
E = standard e.mf. of the cell with reactants
and products in their standard states
Equation (41) therefore becomes
E = E - RT/N ln [a (products)/a (reactants)] (44)
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From the choice of standard states outlined previously, AgX,M,
and Ag have unit activity. The free energy change of the reaction
therefore becomes a function of only the activity of the electrolyte MX
at a concentration of m. From Equation (42) the electromotive force
(e.m.f.) of the cell is given by the expression
E = E -VRT/N'ln (m yi) MX (45)
The only unknown values in Equation (43) are E and y+. E is
evaluated by measuring the e.mf. of the galvanic cell at various
concentrations of MX and extrapolating the e.m.f. data to infinite
dilution. Once E has been determined the absolute values of the
activity coefficient can be calculated at each concentration.
A second type of cell is a concentration cell with or without
liquid junction. A concentration cell with liquid junction consists of
two half-cells containing solutions of different concentration which are
connected by a liquid junction. This cell is not used ordinarily in
thermodynamic studies because of the difficulty in determining the
liquid junction potential between the two half-cells. A concentration
cell without liquid junction consists of two complete galvanic cells
and may be represented as
Ag-AgX MX(ml)| MHg I MX(m2 ) AgX-Ag
where m and m represent concentrations of the electrolyte. The net
1 2
reaction of the cell is obtained by subtraction of the reaction of the
first cell from that of the second cell. The net reaction therefore
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represents the transfer of one mole of MX from concentration m1 to
m2o
MX(ml ) = MX(m2)
From Equations (42) to (45)
E = E2-E = -RT/Nf ln am2 v /ai' = -vRT/N n m 2 */ml Y+1 (46)
The e.m.f. of a concentration cell therefore represents a measure of
the free energy of dilution for any two concentrations, or more simply
the e.m.f. is a measure of the ratio of the activity coefficients in
the two solutions. It is customary to measure the e.m.f. of a series
of concentration cells with m1 constant and m2 as a variable. The ab-
solute value of the reference solution activity coefficient is calcu-
lated from a suitable form of the Debye-HUckel equation as discussed
below and Y+2 values for all other solutions are calculated from Equa-
tion (46).
THE DEBYE-HUCKEL THEORY
In 1923 Debye and HUckel (7) presented a theory to predict the
behavior of strong electrolytes in dilute solution. The resulting
Debye-HUckel equation provides a means of calculating the activity
coefficients in dilute solutions. With certain modifications of the
basic equation, the activity coefficients may be calculated over a
much wider range of concentration. As mentioned previously, there are
several experimental means of determining the ratios of the activity
coefficients of an electrolyte in solution at various concentrations.
Thus the Debye-Huckel equation may be used to calculate the absolute
value of the activity coefficient in a dilute solution, and the activity
coefficients at higher concentrations are calculated from the ratios.
The theory is based on the statistical distribution of ions in
solution (Boltzmann principle) and on the electrostatic attractive
forces acting between the ions (Poisson equation). Since the theory
has been adequately developed in numerous texts, only the major
considerations are summarized in the following discussion.
The theory is developed from the concept that each ion is
surrounded by an ionic atmosphere of opposite charge. Considering the
ions as point charges the following equation is derived:
log f+ = -Sf _/F (47)
where S = the limiting slope of the Debye-Huckel
equation
F' = the ional concentration




where c = molarity in moles per liter of solution.
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The ional concentration is directly related to the more common ionic
strength (u) defined by Lewis and Randall as
1/2 2mi Zv2 (49)
The limiting slope, Sf, depends upon the valence type of the electrolyte
and is defined for an electrolyte dissociating into p kinds of ions by
the equation
P 2 6 31/2
S = 1/2,303v 2 v Z [eNs /lOOO(kDT) ]
f 1 ii
2z 2 -3/2= /V  v z (DT) 3/2 (1283 x106) (50)
i i
where N = Avagadro number
E = electronic charge
D = dielectric constant of solvent
k = Boltzmann constant
Thus, the limiting slope of the Debye-Huckel equation is specific for
each type of electrolyte at a given temperature.
It is important to note that is a function of the concentration of
all the ions in the solution regardless of source, while the summation
involved in S depends only upon the ions formed by the dissociation of
the electrolyte to which f refers. Equation (47) involves two
concentration bases; f± is dependent on mole fractions, while r is
dependent on molar concentrations. However, the product Sf l
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is dimensionless, and difficulties are thus avoided.
Let us consider the relationship between the activity coefficients
of the individual ions of different valence at a given ional concentration.
From Equation (50) the limiting slope is proportional to the square of
the valence of the ion. If f(2) denotes the activity coefficient of an
ion of valence z, the following relationship is obtained from Equation (47).
-1/4 1/9
f(r) = -(2) f() (51)
Equation (51) is strictly applicable only in dilute solutions.
Let us next consider the relationships of the mean ionic activity
coefficients for the various valence types. For an electrolyte that
dissociates into two kinds of ions, the limiting slope is proportional
to the product of the ionic valences z+ z_ . If the activity coeffi-
cients are denoted as f. (z+ -z_), the following relationship is obtained
from Equation (47)*
1/2 1/3 1/4
+f(1-1) f+ (1-2)0 = f (1-3) = f (2-2) (52)
The simple form of the Debye-Huckel equation (47) and the above
relationships are applicable only at concentrations where the size of
* See Figure 8 for graphical comparison of the limiting slopes for
various valence types.
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the ions is negligible in comparison to the distance between the ions.
The validity of Equation (47) has been demonstrated up to an ional
concentration of about 0.2. From Equation (26) f+ and y+ are essentially
equal over the applicable concentration range of Equation (47).
At higher concentrations the size of the ion must be taken into
consideration and Equation (47) becomes
log f -Sf r /l+A r (53)
and
log y+ = -Sf -/l+A-r -log (l+vmM/1000) (54)
where A = a constant for each electrolyte at a given
temperature
The constant A is a function of the effective diameter (a) of the ionic
atmosphere or the distance of the closest approach of two ions expressed
in Angstroms.
A = a 350 57/(DT) (55)
Huckel considered the change in activity coefficient due to a
change in the dielectric constant of the solvent. From the many
complicated mathematical considerations, the following simple equation
resulted
log f! = -Sf /1 + A F + Bc (56)
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B is a constant for each electrolyte at a given temperature. The change
in the dielectric constant is only one of the factors to be considered
in concentrated solutions. It is better to consider the linear function
Be as empirical. From Equation (26) the practical activity coefficient
is determined as
log y+ = -Sf 1 + A ' + Be - log (l+vmM,/1000) (57)
It is important to note that Equations (56) and (57) are applicable
over a much wider range of concentration than the simpler forms of the
Debye-Huckel equation. It should be noted that the original simple form
of the equation is used for predicting activity coefficients at low
concentrations, while the extended forms are used to fit experimental
data at higher concentrations. These extended equations have been
shown to fit activity coefficient data with high precision from low
concentration to one molal for many electrolytes and even up to two
molal in some cases.
In the development of the above forms of the Debye-Huckel theory,
only the first two terms of the expansion of an exponential function
were utilized. Subsequently, other extended forms of the equations
have been developed. However, the contributions of the extended terms
to the numerical value of the activity coefficients are significant
only at relatively high concentrations. In most studies the utilization
of the extended forms of the Debye-Huckel equation has not been justi-
fied because of the limited accuracy of the experimental data and the
-26-
complicated. mathematical manipulations required.
APPLICATION OF THEORY TO SODIUM CARBONATE SOLUTIONS
It is necessary to establish the standard states of the components
of the solutions. For the solvent, water, the standard state is chosen
as the pure substance at a pressure of one atmosphere. For the solute,
sodium carbonate, the standard state is chosen as the sodium and car-
bonate ions at infinite dilution. This standard state is hypothetical
because in any solution of sodium carbonate, hydroxyl and bicarbonate
ions are formed by hydrolysis. The experimental conditions are there-
fore chosen to minimize the errors in the thermodynamic data due to the
hydrolysis of the salt.
In the calculation of the activity coefficient data, it is
necessary to use a form of the Debye-Huckel equation [Equation (57)].
It is therefore assumed that the Debye-Huckel equation represents the
behavior of sodium carbonate in solution from O.l to l.O m within the
limits of experimental accuracy when constants A and B are accurately
calculated. In light of the many successful applications of the theory
to a wide variety of electrolytic solutions during the past 30 years
(), the assumption appears to be well-grounded.
In the remainder of this thesis the term "activity coefficient"
refers to the mean ionic molal activity coefficient (y ) of the
electrolyte in solution unless specifically noted otherwise.
-27-
Concentration Cells
By using concentration cells without liquid junction, described
in a previous section, the activity coefficient ratios for sodium
carbonate may be obtained. A cell is represented as
Ag-Ag2CO3 Na2CO3(mr)lNaHglNa2CO3(m2) Ag2CO -Ag
where m is a reference solution of constant composition used for all
r
cell measurements and m2 is varied. From Equation (46), the fundamental
relationship for the concentration cell is
E = -3RT/21 ln (m+2 Y+2/mr Y-r) (58)
For preliminary considerations the effect of hydrolysis of the salt on
the quantities in Equation (58) must be neglected. Measurements of the
e.m.f. of a series of cells with increasing values of m yield the
ratios of the activity coefficients of the solutions in respect to
that of the reference solution. The Debye-Huckel equation is used to
extrapolate the e.m.f. measurements to infinite dilution and determine
the absolute values of the activity coefficients.
By substituting Equation (57) for log y+ in Equation (58),
the calculated e.m.f. E (calc.) for a given concentration is expressed
as
E(calc.) = -(2.303)(3)RT/2? {log m+2/mr + [-Sf j /l+A-/59)
+Bc2 -log(l+O.054m2)] -[-Sf /t/l+A- +Bcr-log (l+0.054mr)]}
The method of Jones and Dole (8) provides a suitable means of evaluating
A and B from a series of experimentally measured e.m.f. values.
Let the experimentally determined e.m.f. be represented by
E (obs.) and
AE = E (obso) - E (calc,) (60)
Examination of Equation (59) reveals that E (calc.) is a function
( p) of only A and B since r2 and Ir are constants for each cello
E (calc.) =p(A,B) (61)
By partial differentiation of Equation (61), and the use of finite
differences,
AE = [3aP/A] AA + [aP/aB] AB (62)
By carrying out the partial differentiation of Equation (59) in
accordance with Equation (62),
E = -(2 0 o30)(3)RT/2F{[sfr/(l+.-;7 2 -Sf r/(l+A-/)2]A + (c2 -cr) AB}(63)
By combining Equations (60) and (63), an equation suitable for deter-
mining average values of A and B is obtained. The corrected values
of the constants are given by the equations
A' = A+ AA (64)
and B? = B+ AB (65)
The following procedure is then used. By assuming reasonable
values for A and B, Equation (59) is evaluated for each concentration
cello The values of A E are then obtained from Equation (60). The
numerical factors for AA and AB in Equation (63) are calculated,
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and AA and AB are solved by the method of least squares or similtaneous
equations derived by separating the family of equations into two groups.
With the new values of A and B from Equations (64) and (65), the above
process is repeated until A A, AB, and AE are negligible.
The values of A and B determined by the above procedure are
substituted in Equation (57) and the absolute value of the activity
coefficient of the reference solution is evaluated.
log + = -Sf-r /(1 + A-F ) + Bc - log(l+O0054mr) (66)
Finally the activity coefficients (Y+2) of all the solutions used in the
concentration cells are calculated from Equation (58), the fundamental
equation for the cells.
When sodium carbonate is dissolved in water, sodium and car-
bonate ions are formed
Na CO3 +H2 2Na+ + CONa2co3 +" 3
Due to hydrolysis of this salt, a portion of the carbonate ions are in
equilibrium with bicarbonate and hydroxy ions.
CO + H20 = HCO + OH
3 2 3
Because of this hydrolysis, the analytically determined value of m
cannot be used in determining m+ by Equation (18)
V+ v 1/V
m+ + m (v v_ ) (18)
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It is necessary to use an equivalent form of Equation (18) to calculate
V V 211/V
m. = {(v+m) + [v.m(l-x)] J (68)
where x = the hydrolyzed fraction of the carbonate ion
concentration or the degree of hydrolysis.
However, the degree of hydrolysis x can be determined only from reliable
activity data for the ionic constituents of the solution.
As stated previously, the experimental program must be designed
to minimize the errors due to hydrolysis. In previous studies on
electrolytes, experimental measurements have been extended to low
concentrations so that the extrapolation of the experimental data to
infinite dilution is required only over a very small concentration range.
However, for sodium carbonate solutions, the errors caused by hydrolysis
increase as the concentration decreases. For determining the absolute
values of the activity coefficients, it is therefore preferable to
make experimental measurements only at O.l m and above and to rely
upon the Debye-Huckel equation for extrapolation of the data to the
standard state of the nonhydralized sodium carbonate at infinite
dilution.
The following method of calculation is adopted. As a first
approximation, the activity coefficients are calculated using Equations
(58) to (67) and neglecting the effect of hydrolysis. Subsequently, the
corrected values of m+ are calculated from the activity coefficient data.
The process is repeated until the changes in the values of m± and y±
are negligible.
The corrections necessary for the hydrolysis of the salt are
derived at constant temperature and concentration. From Equation (51)
V1/4
YNa+ 1 YCO3 (69)
From Equation (19)
2 1/3 2 4 1/3 2
Y+ (Y Y (YNa+ YNa+ ) Na (70)
1/2
and rY y =(71)
W±+ CO3
Thus, y = and.yNa+ may be calculated approximately from y ±o In the
003
mixture of ions produced by hydrolysis, the activity coefficients of
the univalent ions are assumed to be approximately equal.
YNa+ YHC03 YOH (72)
It is now possible to express the hydrolysis constant KH in terms of
the activities of the ions if the concentration of the carbonate ions
is m.
CO; ~ H 0 = HCO3 + OH
3 2 3
m(1-X)co a mY Hf mXYm C0 3 H20 "HCO 3 OH
K = HCO aOH-/aCO 20 = (mx'HC0 (mXoH-)/[m(1-x)c =o](aH0)
H 3 co3 Haf= OH c
(73)
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The value of KH may be determined by introducing the ionization
constant of water, KW, and the second ionization constant of carbonic
acid, K2Ao
H 0 = H ++ OH-
2
H0 aH OH
KW = a+ aOH/aH2 (74)
and HCO~ = CO= + H+
3 3
a O a a +
HC03 CO3 H
K2A = aCO0 a +/a O (75)
3 3
By taking the ratio of KW to K2A
W 2A= [ (a/( OH I H2O)]/(aCO )( /(aHCO)] = (aH )(a )/
2A 2 ( 3 3
(acO-)(aH20)= KH (76)
Thus the numerical value of KH may be determined at temperatures where
KW and K are known
2A
In order to simplify notation let
H H (YCO CO3H- YOH ) m - (77)
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The quantity k is a variable and must be determined for each concen-
H
tration. The degree of hydrolysis may be determined by solving
Equation (77) for X.
x = -k/2m + (kH/2m)2 kH/m (78)
For each concentration of sodium carbonate used in the concentration
cells, the degree of hydrolysis is calculated using Equation (70) to
(72) and (76) to (78). Finally the corrected value of m+ are calculated
using Equation (68).
Consider Equation (58) again. If the errors in the ratio
m.2/m+r due to using the approximate values of m+ instead of the
corrected values from Equation (68) are appreciable, the entire process
of calculating the activity coefficients is repeated until the changes
in m+ and y+ are negligible. As will be shown subsequently, the errors
due to hydrolysis were small because of the experimental conditions
and successive approximations were not necessary
The Vapor Pressure of Solutions
In the gas saturation method of determining the vapor pressure
of a solution in comparison with that of water at the same temperature,
no moles of dry nitrogen are passed first through a system containing
pure water and then through a system containing the solution. In the
water system at a total pressure of P, the nitrogen absorbs n moles of
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water vapor until the gas phase is at equilibrium saturation according
to Dalton's law.
P = n/n+ no P (79)
where P = vapor pressure of water at a given temperature. In the
solution system at a total pressure of Pl, the nitrogen absorbs n
moles of water vapor at equilibrium saturation, and
P1
= nl/nl+n P (80)
By eliminating n from Equations (79) and (80), the vapor pressure of
the solution is given by the equation
P1 = nlP1P/ n(P-P) +nlP (81)
Since water vapor approaches the behavior of an ideal gas over
the temperature range of this investigation, the activity of the water
(a1) in a solution is given as the ratio of the vapor pressure of the
solution to that of pure water.
a = f = P1/P (82)
When the vapor pressures of a series of solutions are measured at
constant temperature, the logarithmic ratios of the activity coeffi-




log y+2/Y+r = 18o502/m d log al - log m2/mr (83)
al at mr
f(lm2 1/2 1/2
ln Y+2/Y+r = ( (2-1) - (1- (m ) d (33)
A method of extrapolating the data to infinite dilution similar
to that used for the concentration cells may be developed to yield
comparable results. A few simplifications in form are employed to
reduce the mathematical procedures. The data obtained from Equation
(83) or (33) are converted to the mole fraction basis by Equation (26)
and abbreviated
D = log f+2/f r (84)
Let AD = D - D (calc) (85)
and D (calco) = -Sf- /l+A f+ Bc2)-(-Sf F-l+A~ + Bcr) (86)
AD = [Sf F/(l+A 1) 2/Sf /(l+A F 2] A A + (C2-Cr) AB (87)
Al = A + AA (88)
B = B + AB (89)
Using Equations (84) through (89) and the procedure outlined for
concentration cell data, A and B are determined. Y+r is calculated from
Equation (67), and Y±2 values are calculated from the results from
Equation (83) or (33).
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In the method just outlined for calculating the activity
coefficients, certain limitations or sources of error should be pointed
out. It is assumed that the solutions contain only a single solute
which is sodium carbonate. Strictly speaking, the solutions consist
of a mixture of sodium carbonate, hydroxide, and bicarbonate as
mentioned previously. From the Gibbs-Duhem equation (27)
N1 d n a = -NNa2C3 d n aNa2 CO -NNa HCO3 d n aNaHCO
-NaOH d ln aNaOH C N 2 d In a2
where N2 - apparent mole fraction of sodium carbonate
a2 - apparent activity of sodium carbonate
At low concentrations Equation (90) does not apply because of the high
degree of hydrolysis. However, if the equation is applied only at
Ool m and above, the errors in calculation are minimized.
PREVIOUS WORK ON SODIUM CARBONATE SOLUTIONS
In 1939 Lortie and Demers (1) calculated the activity coefficients
at 25°C. from 0.005 to 1.852 m from data reported in the literature on
freezing point depression measurements and vapor pressures of solutions.
On the basis of the Gibbs-Duhem equation, they developed a theory for
dealing with hydrolyzed salts. Corrections were made for the effect
of hydrolysis on sodium carbonate concentrations. However, they used
the approximation indicated in Equation (90) which is not accurate at
0.005 m. Realizing this difficulty, they graphically extrapolated the
data to infinite dilution rather than using the Debye-Huckel equation.
The value of the activity coefficient calculated at 0.005 m was
actually a function of the activity coefficients of sodium carbonate,
bicarbonate, and hydroxide. By making a number of approximations, the
authors estimated that the calculated activity coefficients over the
entire concentration range were consistently 2.6 to 3.1% high due to
the errors in the activity coefficient at 0.005 m. Another possible
source of error in their calculations was the conversion of the activity
coefficient data from the freezing points of the solutions to 25°Co
Lortie and Demers realized the errors involved in their calculations,
but concluded that there was no way to compensate accurately for
effects of hydrolysis in determining the absolute values of the
activity coefficients. However, the ratios of the activity coefficients
at various concentrations should be as accurate as the original experi-
mental data.
Saegusa (2) recently calculated the activity coefficients of
sodium carbonate in solution at 25'C. from O.OOl to 2.7 m. He measured
the e.m.f. of the galvanic cell
NaHg |Na2CO3 (m) ( Ag2CO3 -Ag
There are several inaccuracies in the calculations of the activity
coefficient data. In correcting for the effect of hydrolysis on the
values of m+, Saegusa calculated the degree of hydrolysis. In Equation
(77) he assumed that the ratio of the ionic activity coefficients was
equal to unity at each concentration.
(YHCO YOH-/YCO e 1
However, the assumption is valid only for dilute solutions and appre-
ciable errors result over most of the concentration range. Equation
(45) applies to the cells, and the value of E° must be determined.
Saegusa determined E ° by plotting the experimental e.m.f. values as a
function of the square root of the ionic strength [Equation (49)] and
extrapolating the curve to infinite dilution. This type of extrapolation
is not very satisfactory because it exhibits curvature at the lowest
concentrations, and too much weight must be given to the most dilute
solutions where the measurements are least trustworthy. Previous
studies have indicated that the reliability of the sodium amalgam
electrode is questionable below 0.05 m (9). In addition, silver
carbonate is sufficiently soluble so that its concentration is signif-
icant in the dilute sodium carbonate solutions. It is not possible to
estimate the magnitude of the errors in extrapolation caused by the
above factors. However, it appears that more accurate activity coeffi-
cients could be calculated from the e.m.f. data of Saegusa if some
form of the Debye-Huckel equation were employed.
Unfortunately very little work has been done concerning the
thermochemistry of sodium carbonate solutions. On the basis of meager
experimental data reported by Thomsen in 1871, Watson and Kowalke
(10) calculated the relative partial molal enthalpies and specific
heats at 18.C. Extrapolation of the data from about 0.2 m to infinite
dilution was accomplished by a graphical techniques. No corrections
were made for the change in the sign of the heat of dilution when the
concentration approaches infinite dilution or for the heat effects due
to hydrolysis of the salt, which maybe appreciable.
Bichowsky and Rossini (11) reported the enthalpies of sodium
carbonate solutions from infinite dilution to 3.7 m at 18° C. The
data were based on the measurements of Thomsen and two other investi-
gators. The values below 0.28 m were estimated. The authors state
that the results are consistent with those reported for other compounds
in their monograph, but no details are given on the method of extrapolation
or corrections included for heat effects of hydrolysis.
Kobe and Sheehy (12) surveyed the literature concerning the
thermochemistry of sodium carbonate including solubilities, heats of
solution (from Bichowsky and Rossini), specific heats of the salt and
solution, and heats of decomposition. It does not appear that sufficient
data of reliable accuracy are available to calculate the relative
partial quantities of the solutions from thermochemical data.
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DETERMINATIONS OF THE ELECTROMOTIVE
FORCES OF CONCENTRATION CELLS
APPARATUS
A concentration cell consists of two component cells containing
separate solutions, silver-silver carbonate electrodes, and capillary
droppers filled with sodium amalgam. The two component cells are
connected to a common amalgam reservoir. An electrical connection
between the cells exists only when amalgam is flowing from the reser-
voir into both cells. A concentration cell, similar in principle to
those used in previous studies, was made of Pyrex glass and mounted in
a thermostat as shown in Figure l.
The concentration cell was connected to the solution and amalgam
reservoirs above and to the receiver flask below. The entire apparatus
was connected to a nitrogen supply system maintained at a positive
pressure of 1/2 inch of mercury to exclude oxygen from the solutions
at all times. With the exception of the reference solution reservoir,
Pyrex glassware was used throughout the apparatus to keep the attack
of the solutions on the glass to a minimum. The reference solution
reservoir, m reservoir in Figure 1, was a 5-gallon bottle containing
0.1 m sodium carbonate solution used in all cell measurements. The
bottle was lined with a polyethylene plastic bag to keep the solution






capacity, m2 reservoir in Figure 1, held the sodium carbonate solutions
which were varied from OoOl to 2.5 m in the first series of experiments.
The amalgam reservoir was an inverted l-liter flask connected to the
cells through a spherical ground--glass joint for flexibility. A
receiver flask below the thermostat was connected to both the cell
units individually and to an aspirator. The arrangement of the equip-
ment provided a simple means of filling and emptying the cell units,
collecting the amalgam from the cells, and changing the concentration
of the solution in the second cell unit.
The thermostat was a large battery jar supported on a stand
12 inches above the bench. Through the bottom of the jar two holes
were cut for connecting the cell units and the receiver. The jar was
insulated with an inch layer of hair felt covered with asbestos sheeting
and filled with sufficient water to cover the cells. The temperature
was controlled by a mercury-to-platinum thermoregulator operating a
200-watt intermittent heater through a relay. The maximum cyclical
fluctuation in the bath temperature was O.Ol°C. as measured with a
Beckmann thermometer. Using a thermometer calibrated by the Bureau
of Standards, the thermoregulators were set to * 0.02°C. of the desired
temperatures . When the thermostat was operated at temperatures above
25Co., a layer of liquid paraffin on top of the water prevented
evaporation and permitted sensitive temperature control. Below or
slightly above room temperature cooling water was run through copper
coils in the bottom of the bath.
The e.m.f. values of the concentration cells were measured with
a Leeds and Northrup Type K potentiometer and a Rubicon high-sensitivity
galvanometer. A 2-volt cell of an ordinary storage battery was used
as a working potential. The potentiometer was periodically standardized
by comparing the reference cell and an Epply Standard Cell (1.01884
international volts at 24°C.).
SODIUM CARBONATE SOLUTIONS
Analytical grade anhydrous sodium carbonate was used for the
preparation of all solutions. The purity of the salt as determined
with constant-boiling hydrochloric acid diluted to 0.5000 M (13) was
99.8 to 99.9% after heating in an oven at 140°C. for one hour. The
solutions were prepared using weighed amounts of sodium carbonate and
twice-distilled water. Since dissolved oxygen had an adverse effect
upon the potential of the sodium electrode, the solutions were poured
into the l-liter bottle used as the solution reservoir, and an aspirator
was connected to the bottle. Water-pumped nitrogen was bubbled through
the solution for about ten minutes to strip out all the oxygen. The
reservoir was then attached to the apparatus and the nitrogen supply
system. For the O.l m reference solution, 18 liters were prepared
in the large reservoir, and nitrogen was bubbled through the solution
for about an hour.
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For the analysis of a solution, samples were pipetted into
tared, glass-stoppered Erlenmeyer flasks, weighed, and titrated to the
methyl orange end point with standard hydrochloric acid. Analyses
were run in triplicate.
SODIUM AMALGAM PREPARATION
The amalgam containing 0.2% sodium was prepared by electrolysis
with a sodium hydroxide solution over reagent grade mercury. The
apparatus is shown in Figure 2. Approximately 4500 to 5000 grams of
amalgam were prepared at one time.
A portion of the mercury was transferredto the electrolysis cell
and covered with a solution of 25 grams of sodium hydroxide. A current
of about 2 amperes was passed through the cell until the calculated
amount of sodium was formed. After the sodium hydroxide solution was
removed by decantation, the amalgam was washed successively three times
with water and three times with acetone.' Under a stream of nitrogen
the amalgam was passed through a small hole in a filter paper into the
reservoir containing the remainder of the mercury. The reservoir was
connected to a vacuum pump, and the amalgam was allowed to dry overnight.
Dry nitrogen at a pressure slightly above atmospheric was introduced
into the reservoir. The reservoir was then inverted and connected to
the concentration cello Using this procedure, only a very thin film
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of sodium hydroxide or sodium oxide was formed on the surface of the
amalgam and was later deposited on the walls of the reservoir.
During the operation of the cells the amalgam came into contact
with only the sodium carbonate solutions and distilled water. It did
not appear to be necessary to redistill the mercury before using it
again in the amalgam. However, the mercury was cleaned by passing
it in a fine spray successively through a 25% nitric acid solution and
then through distilled water.
PREPARATION OF SILVER-SILVER CARBONATE ELECTRODES
The electrodes used in this research were Type 2 electrodes
described by Harned (l4). A platinum wire was sealed in a soft glass
tube, the end of the wire was bent into a flat spiral, and a spongy
mass of silver was formed on the spiral by decomposition of silver oxide.
The silver carbonate was formed by electrolysis in a sodium bicarbonate
solution (15) as shown in Figure 3.
Considerable difficulties were encountered in making reproducible
electrodes. A number of the first electrodes made were erratic, and
potential differences up to 5 mv. were recorded after the electrodes
had been in the same solution for several hours. One of the major
difficulties was inadequate cleaning of the platinum wires. Cleaning
the platinum in boiling nitric acid and flaming to a red heat were
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insufficient to produce wires of equal potential in the salt solutions.
Mechanical abrasion with emery cloth was necessary to produce wires of
equal and constant potential.
The silver oxide was formed by mixing equal molar quantities of
silver nitrate and sodium hydroxide. After a thorough washing with
distilled water, a thin paste of the oxide was put on the platinum
spirals. The electrodes were placed in an oven at 450°C. until all
the oxide had decomposed. Additional coatings of oxide were applied
and decomposed until a uniform layer of spongy silver surrounded the
platinum wires. The behavior of the electrodes depended upon the
porosity of the spongy silver. For the preliminary work at 25°C.,
electrodes with a fine porous structure were prepared using silver oxide
precipitated from concentrated silver nitrate solutions. In subsequent
work, in an attempt to speed equilibration time, electrodes with large
pores were formed from silver oxide precipitated from a dilute solution.
When these electrodes were placed in the concentration cell, equilibrium
conditions could not be reached, and the measured e.m.f. continually
drifted to lower values. Therefore, electrodes of fine porosity silver
were used for all cell measurements.
The first electrodes were electrolyzed in a 0.5 m sodium
bicarbonate solution at a current density of 20 ma./cm 3 of electrode
for a period of 30 minutes (l5). These conditions are comparable to
those used for silver-silver chloride electrodes. The potential
difference between two of the electrodes in a solution was usually
less than a millivolt shortly after preparation, but the electrodes
soon became erratic. The solubility of silver carbonate is considerably
higher than that of silver chloride. The amount of silver carbonate
on the electrode was therefore increased by raising the current density
to 200 ma./cm.3 for two hours. The resulting electrodes gave the same
initial potential as the previous electrodes, but the readings remained
constant. As a standard practice, a pair of electrodes was electrolyzed
in series at a current of 5 ma.(or about 200 ma.cm3 of electrode) for
two hours. With care in each step of the preparation, most of the
electrodes were reproducible within O.l mv.
FILLING AND OPERATING THE CONCENTRATION CELLS
A special technique was developed for filling the cells with
solution and maintaining the amalgam column between the cell units.
Solution was drawn back into the amalgam tubes unless great care was
exercised. The presence of moisture in the amalgam tubes resulted in
the evolution of hydrogen and the separation of the amalgam at the
stopcock or directly above the capillary droppers.
After two electrodes were put in the cells, both cell units
and the receiver were evacuated by means of aspirator. Solution
remaining in the cells was drawn out. The amalgam column broke at a
point just above the capillary droppers, and amalgam was drawn from
the droppers. The cells were flushed with nitrogen to remove traces
of oxygen After the system was again evacuated, the stopcock on a
cell unit below the thermostat was closed. The cell was filled by
first turning on the amalgam stopcock to fill the dropper and then
turning on the solution stopcock. When the solution completely filled
the cell, the amalgam was turned off. The same procedure was used to
fill the second cell. The aspirator was turned off, and the receiver
was relieved to atmospheric pressure. The cell units were successfully
filled at any of the operating temperatures of the thermostat.
For the work at 25°C., the electromotive force of each concen-
tration cell was measured periodically until the equilibrium value
was reached. During the readings the amalgam flowed in a steady
stream into each cell unit and provided an electrical connection
between the units. While the amalgam was flowing, the stopcocks
between the solution reservoirs and the cell units were opened to
provide an outlet for the solution displaced by the amalgam. The
amalgam collected in the bottom of the cell units was drawn off into
the receiver after each reading. During the course of the investigation,
it was found that solution must flow through the cells during the
equilibration time to yield reproducible results. A flow rate of
1/2 to 1 ml. per minute was sufficient. The e.m.f. of concentration
cells from 0.01 to 2.5 m were measured at 250 C.
After the preliminary work at 25°C. was completed, the e.m.f.
of the concentration cells was measured at 15, 25, 37, 5, 50, and 65°C.
The reference solution was maintained at O.l m, and the variable
solutions were 002, 0.4, 0.6, 0.8, l.0, and 1.5 m.
Several procedures were tested in the measurement of the e.m.f.
of a given concentration cell at the various temperatures. At the
higher temperatures the rate of diffusion of the solutions increases,
and the electrodes presumably come to equilibrium in a shorter time.
However, it was found that the electrodes were somewhat unstable above
50C. and irreversible changes occurred after extended periods at
50 C. and above The instability of the electrodes was probably
partially due to the increased solubility'of the silver carbonate at
the higher temperatures and sodium carbonate concentrations. The most
reliable procedure was to allow the concentration cell to come to
equilibrium at 25'C. Once the electrodes were in equilibrium with the
solutions at 25°C., they rapidly came to equilibrium when the temperature of
tIebath was changed. The e.m.f. of the cell was next measured at 15°Co
and subsequently measured at each temperature up to 65°C. Above 25°C.
the cells reached temperature equilibrium after about 10 minutes at
controlled temperature and readings were essentially constant. The
temperature of the bath was rapidly changed by siphoning out the water
and refilling with hotter or colder water. Fresh solution was passed
through the cell units at a low rate except for a five-minute period
before each e.m.f. measurement was made
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RESULTS AT 25°C.
The equilibrium e.m.f. of the concentration cells
Ag-Ag2CO3 I Na2 CO (0.1) NaHg| Na2CO3(m2 ) Ag2CO3-Ag
are listed in Table II. For each solution, two or three pairs of
electrodes were used to measure the e.m.f. The precision of the
measurements is indicated by comparing the results from the different
pairs of electrodes at the same concentration. The sign of the e.m.f.
is indicated in relation to the reference solution electrode at zero
potential.
When this research was undertaken it was assumed that the e.m.f.
of each cell unit was a true measure of the reversible reaction
2Ag+Na CO3(m) = Ag2C03+2Na(NaxHg)
and that the over-all reaction of the concentration cell represented
the transfer of one mole of sodium carbonate from concentration
mr to m2
Na2CO3(mr) = Na2CO 3(m2).
The validity of this assumption was established by calculating the
e.m.f. of a series of concentration cells from activity coefficient
data reported in the literature and comparing them with the values
listed in Table II.
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TABLE II
ELECTROMOTIVE FORCES OF CONCENTRATION CELLS AT 25°Co
Em.f. Readings in mvo-
Molality 1 2 3 average
0o0102 71026 72,31 71o59 71o69
0,0475 22.25 22°47 22,49 22,40
0o1007 reference solution 0.00
0o2004 -20O19 -20,34 - -20o26
0O4039 -40O46 -40 53 -40,62 -40 54
0,6130 -52083 -52040 . -52,61
0o8060 -60o60 -66094 - -60o77
0,9991 -66.53 -66087 - -66o70
1o5139 -78o70 -780 63 - -78066
2o009 -86054 -86o60 - -86057
2o510 -91,62 -92.14 - -91.88
*-E.m.f. measured in relation to the reference solution electrode at
zero potential
Activity coefficient data for sodium carbonate derived from
freezing point and vapor pressure measurements were reported by Lortie
and Demers (l). Since these data were derived from a different
experiment technique for measuring free energy changes the electromotive
force values calculated from the fundamental Equation (58) are true
measures of reversible reactions.
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E (calculated) = -3RT/2 ' In (mi2 y+/mr y )
For a comparable basis, the reference condition was selected at 0.1 m
and activity coefficient of 0.480. The experimental e.m.f. (E observed)
were measured in reference to a solution of 0.1007 m and read from a
smooth curve of the data in Table II. The results of the calculations
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Comparison of the theoretical and observed e.m.f. values proved the
reversibility of the concentration cell reactions and the reliability
of the method for evaluating the activity coefficients of sodium
carbonate in solution.
RESULTS AT 15 TO 65C.,
After the reliability of concentration cell measurements was
established, the e.m.f. determinations were extended from 15 to 650C.
For each concentration of sodium carbonate two or three pairs of
electrodes were used to determine the e.m.f. over the whole temperature
range. Since the cells tended to be unstable at the higher temperatures
and readings were made after a short period of time at each temperature,
variations in potentials up to l.O mv. were recorded in duplicate runs.
It was necessary to average the data to obtain internally consistent
results. The data were cross-plotted on graphs of e.m.f. versus
concentration at constant temperature, e.m.f. versus temperature at
constant concentration, and e.m.f. versus the logarithm of concentration
at constant temperature. The most reliable data taken from the smooth
curves are tabulated in Table IV. The sign of the e.m.f. is indicated
in relation to the reference solution electrode at zero potential.

























DENSITIES OF SODIUM CARBONATE SOLUTIONS
In the evaluation of the activity coefficients by the Debye-
Huckel equation, molar concentrations rather than molal concentrations
are used. Since accurate density data were necessary, laboratory
determinations were made to obtain data at the desired temperatures
and to check data in the literature.
Pycnometers of approximately 30 ml. capacity were calibrated

























was covered by a layer of liquid paraffin, the pycnometers were washed
with benzene and then acetone before weighings were made. About one-
half of the determinations were made in duplicate. The results are
listed in Table V. The data were plotted as a function of concen-
tration at constant temperature and compared with values at 15, 25,
and 50°C. listed in the International Critical Tables (16). Over the
entire range the values checked within five parts in 10,000. The
results are shown graphically in Figure 7, page 75.
TABLE V
DENSITIES OF SODIUM CARBONATE
































































*Water density reported in Lange's Handbook (17).
MEASUREMENT OF THE VAPOR PRESSURES
OF SODIUM CARBONATE SOLUTIONS
The dynamic or gas saturation method of measuring vapor pressures
was chosen for the salt solutions. An inert gas, such as nitrogen,
is passed slowly through sufficient solution until it becomes saturated
with water vapor at the existing conditions of temperature and pressure.
Two general adaptations have been employed in determining the vapor
pressures: (1) measuring the amount of inert gas passing through
the closed system and the amount of water vapor in the gaseous phase
in equilibrium with the solution, and (2) comparing the vapor pressure
of the solution with that of pure water by passing the same amount of
inert gas through the solution and water systems and measuring the amount
of the water vapor in the gaseous phase after each system. Calculations
are based on Dalton's law of partial pressures. The second method was
used for this research because of the difficulties in accurately
measuring the low gas flow rates required between 65 and 95°C.
APPARATUS
The apparatus included a tank of water-pumped nitrogen, pre-
saturators, saturation cells, manometers, drying tubes, and a thermostat
as shown in Figures 4 and 5. The presaturators and the saturation cells




The thermostat was a galvanized metal tank which was painted on
the inside and lagged on the outside with one-inch insulation board.
Ethylene glycol was used in the bath because of the ease in cleaning
the cells when solutions were changed and because the vapor pressure is
considerably below that of water at the operating temperatures of the
bath. The glycol was very satisfactory up to about 80°C., but at
higher temperatures the rate of evaporation in the open tank was
appreciable. Another disadvantage in the use of ethylene glycol is
the toxicity of the vapors if inhaled in too great quantities.
Two shelves were fastened on top of the tank at opposite sides
to support the stirrers for the bath, thermoregulator relay, and
manometers for the saturation cells, and to hold the drying tubes
during the experimental runs. Two brass rods were fastened through the
shelves to support the submerged presaturators and their stirrers above.
A wooden rack was submerged 7 inches below the top of the tank
to hold the saturation cells. A minimum number of narrow cross members
was used to permit good circulation throughout the tank. Clamps to
hold the cells in place were made with copper nails, wire and brass
springs for easy assembly of the apparatus.
A combination of heaters was used for proper temperature control.
Two 1000-watt heaters were used to provide a continuous supply of heat.
By means of a three-way switch and a variable transformer sufficient
heat was added to maintain the bath at a temperature slightly below the
desired control temperature. The temperature was controlled by a
mercury-to-platinum thermoregulator operating a 500-watt intermittent
heater The regulators were set at 65, 80, and 95°C. with an accuracy
of 0.02°C. as measured with a calibrated thermometer.
The presaturators were designed to provide maximum contact
between the nitrogen and water or solution without an excessive pressure
drop before the gas passed to the saturation cells. Two l-liter, 3-neck
flasks with mercury seal stirrers were used for this purpose. Stirrers
were made from glass rods and shaped so that small bubbles were formed
throughout the liquid, and liquid was splashed high up on the walls of
the flask. Even at medium rates of stirring, very effective gas-liquid
contact was maintained.
The two outer necks of the flask were connected to the rest of
the system with glass tubing through rubber stoppers. The pressure
fit of the stoppers in the flasks effectively sealed out the ethylene
glycol in the bath. However, at the ground glass joint connecting the
flasks and the mercury seals, considerable difficulty was encountered
in securing a good seal. The joint was lubricated with silicone grease,
and several types of plastic were applied over the outside of the joint.
No type of thermoplastic or thermosetting plastic was found that would
bond to the glass and not swell when exposed to ethylene glycol at
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high temperature. Finally two layers of Gooch tubing were stretched
completely over the mercury seal and joint section. The rubber was
wired in place to exclude all ethylene glycol. The rubber slowly
swells and deteriorates in the glycol, but it was sufficiently resistant
for the duration of the runs.
The saturation cells are similar to those used by Pearce and
Snow (18) and shown in the accompanying sketch.
The inner tube of the cell had an inside diameter of 5 mm. Gas bubbles
formed at the capillary tip, moved up the inclined tube, and broke at
the surface. The gas then passed over the surface of the solution
before passing to the next cello The pressure drop through each cell
was about one inch of water. The capacity of the cell was 250 ml.
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The glass tubing on the cells was bent and cut so that close connections
with rubber tubing were possible. At first, surgical type gum rubber
tubing was used for connections, but this rubber deteriorated rapidly.
Tygon tubing was tested but this also became stiff and stretched in
the glycol bath. Subsequently, pressure tubing was wired in place and
served satisfactorily. It was necessary to replace the rubber connections
after the runs for two concentrations were completed.
Manometers were connected to the last cell of both series by
a glass Y-connection below the surface of the bath. A stopcock was
located just above the surface to permit closing the line when the
pressure was not being determined. If the manometer were left open all
the time on the solution cell, the results would be affected by con-
densate running back and wetting the tubing above the cello The
manometers were filled with water, and the difference between the
pressure in the last saturation cell of each series and atmospheric
pressure was recorded for each run.
Heaters were made to cover the glass tubing leading from the
last cells in the bath to the drying tubes above. These were made by
wrapping the tubing with glass tape, nichrome wire, and layers of glass
tape and glass wool. It was necessary to make the heated section
extend to the bath level to prevent condensation. The bottom of the
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heater was coated with plastic to keep the glycol from the heating
elements. The temperature of the heaters was controlled by a combina-
tion of a variable resistance and an autotransformer. The top of the
heated tube was bent below the horizontal to make the condensate flow
into the drying tube instead of back into the heater.
The drying tubes were Schwartz absorption U-tubes with standard
taper stopcocks and filled with magnesium perchlorate. The drying
tubes were connected directly to the heated tubing leading from the
saturation cells by a short section of rubber tubing. The exit side
arm of the drying tube on the water system was connected to the
inlet of the solution system presaturator by rubber tubing. The
operation of the system was as follows: (1) equilibrium saturation
of nitrogen in contact with pure water, (2) absorption of all water
vapor from the nitrogen stream in a drying tube, (3) equilibrium
saturation of the nitrogen in contact with a sodium carbonate solution,
and (4) absorption of all water vapor from the nitrogen stream in a
second drying tube.
EXPERIMENTAL PROCEDURES
A solution of desired concentration was prepared using weighed
amounts of reagent grade sodium carbonate and twice-distilled water.
Approximately 1500 ml. were sufficient for the presaturator, cells,
density samples, and analysis samples. The presaturator and cells were
filled with solution and put into the thermostat where the rubber
connecting tubes were wired in place. The thermostat was filled with
ethylene glycol, and the temperature was adjusted to 65oCo
The water and solution systems were connected by a rubber tube,
the presaturator stirrers were started, and the tube heaters were
turned on. Next nitrogen was passed through the system at a high
flow rate for an hour to dry the inside of the heated tubes and allow
the saturation cells and connecting tubing to come to a steady state.
In some of the early runs, insufficient time was allowed, and the
results were erratic.
After the entire system had reached a steady operating condition,
a pair of drying tubes was attached, and a run was begun The flow of
nitrogen was adjusted to about 80 cm.3/minute (21Co and 1 atmosphere
pressure). During a 30 minute run at 65oC., the manometer and barometer
readings were recorded periodically. There were constant minor
fluctuations in the manometer readings, and the average values were
determined. Four runs were made using separate pairs of drying tubes.
The thermostat temperature was increased to 80 and 95°C., and
the above procedures were repeated at each temperature. At 80oC. the
3
runs were of 20-minute duration at a nitrogen flow rate of 50 cm./min.:at
95oC. the runs were 15 minutes at a flow rate of 20 cm3/min.
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Special preparation and handling of the drying tubes were necessary
for obtaining reliable results. The granular anhydrous magnesium per-
chlorate used as a desiccant was very effective, but the tubes became
plugged as the salt was wetted. To overcome this difficulty a loose
rope of twisted glass wool was drawn into a drying tube from the inlet
side to a point just beyond the bend in the U-tube. The loose rope
filled about one-fourth the cross-sectional area of the tube. The
remaining volume in the tube was filled with the desiccant. The glass
wool prevented the packing and plugging of the magnesium perchlorate
without reducing the effectiveness of the absorption tubes. Complete
drying of the gas was assured even at the highest temperature and gas
flow rates.
As mentioned previously, a drying tube was connected to the
apparatus by a short section of rubber tubing which was left on the
inlet side arm of the tube at all times. During a run, condensate
formed in the inlet side arm of the drying tube. It was necessary to
slip a glass plug into the rubber connecting tubing when the drying
tube was removed from the apparatus to prevent loss due to evaporation
during weighing.
In order to determine accurately the amount of water vapor
absorbed by a drying tube during a run, the following procedure was
adopted. In preparation for a new run, the condensate in the inlet
side arm from a previous run was removed before the tare weight of a
tube was determined. With the inlet stopcock of a drying tube closed,
the wet side arm was flushed with acetone to remove all the water. Most
of the acetone was evaporated by applying suction with an aspirator.
The drying tube with the exit stopcock open was put in an oven at 105°C.
for ten minutes to remove all the surface moisture and then allowed to
cool in a large desiccator. After cooling at least an hour, the tube
with the exit stopcock open and the glass plug in place was weighed
on a balance to O.l mg. to determine the tare weight. At the completion
of a run, the glass plug was put into the rubber connecting tube, and
the drying tube was again heated in the oven to remove condensed water
or ethylene glycol vapors from the outside surfaces before cooling and
determining the gross weight. Errors due to weighing were minimized
using this procedures.
DETERMINATIONS OF VAPOR PRESSURE OF WATER AT OPERATING TEMPERATURES
It was necessary to establish the reliability of the apparatus
in regard to complete saturation of the nitrogen passing through the
cells. Therefore, the vapor pressure of the water was checked at 65
and 95°C. using Dalton's law. A Fisher and Porter variable-area
flowmeter was used to determine the amount of nitrogen passed through
the saturation cells during a run. A calibration chart for the flowmeters
was calculated from information furnished by the manufacturers.
With the thermostat set at 65oC. the flow rate of nitrogen at
21C. and 1 atmosphere was varied from 50 to 200 cm.3/min. or three
separate runs. At 95oC. the flow rate of the nitrogen was varied from
10 to 25 cm.3/min. (21°C. and 1 atmosphere). Just one system consisting
of a presaturator and saturation cells was used, The following measure-
ments were made: (1) moles of nitrogen passing through the cells,
(2) moles of water absorbed in the drying tube, (3) barometric pressure,
and (4) the differential pressure between atmospheric and that in the
last cello The vapor pressure was calculated by Dalton's law. The
vapor pressure of water at 65 and 95°C. checked within 0.5% of the
values listed in the handbooks, and the reliability of the apparatus
was proved.
BAROMETER CORRECTION
In the method chosen for determining the vapor pressure of salt
solutions, the accuracy of the barometric pressure was of great
importance. The accuracy of the setting of the adjustable barometer
scale was checked by comparison with a 24-inch steel height gage
calibrated in O.OOOl-inch divisions. A cathetometer with a brass
scale was used to compare measurements. At 73°F. an average error
of 0.75 mm. in scale setting on the barometer was determined. When
the temperature correction for calibration of the scale at 0°C. was
applied, the total correction for the barometer scale reading was
minus l.O mm.
In addition to the scale correction, a temperature correction
for the linear expansion of brass and the cubical expansion of mercury
was applied to convert the readings at room temperature to 0°C. In
most cases this correction was between 2 and 3 mm. of mercury. The
other corrections for latitude and gravity at sea level were negligible.
RESULTS
The vapor pressures of solutions of 0.l, 002, 0o4, 06, 0.8,
l.0, l.5, 2.0, and 2.5 m were determined in the first series of
experiments at 65, 80, and 95°C. Erratic results were obtained from a
few of the early runs due to experimental technique and additional runs
were made at 0.15, 0.5, 0.7, and 1.15 m to obtain more reliable results.
All the experimentally determined vapor pressures were graphed as a
function of concentration at constant temperature, and a smooth curve
was drawn through the points. The best values were read from the
smooth curve and are listed in Table VIo The estimated maximum errors
in the results were 0.2 to 0.5%. Complete compilations of the experi-
mental results are included in the Appendix. (Table XVI)
The method chosen for determining the vapor pressure was very
sensitive to small errors in weighing the drying tubes for runs at
65°Co An error of one milligram in the total tube weight of about
140 grams caused vapor pressure errors up to 0.3 mm. of mercury.
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TABLE VI
VAPOR PRESSURES OF SODIUM
SOLUTIONS FROM 65 TO

































































At the higher temperatures, the accuracy of the cell pressure measurements
became the dominant factor in the calculation of the vapor pressure.
During a normal series of runs at each concentration, approxi-
mately 15 to 20 grams of water were removed from the sodium carbonate
solution. To determine if the evaporation changed the concentration
of the solution in the saturation cells, nitrogen was bubbled through
the 0.2 m solution at 95oC. for an extended period until about 50 grams
of water were removed. The solutions from the cells and presaturator
were subsequently analyzed. The cell solutions were essentially equal
to the original concentration, whereas a significant change in concen-
tration was measured only in the presaturator.
Even though Pyrex glass was used in the presaturator and cells,
the glass was attacked by the sodium carbonate solutions above O.4 to
O.6 m. Flakes of insoluble material were evident when the glassware
was taken from the thermostat. The glass surface was etched and a
white film could be loosened only by boiling water or hot dilute acid.
There was no measurable change in the concentration of the carbonate
solutions, and the effect on the vapor pressure of the solutions
appeared to be negligible.
The results at 95°C., typical of the results at the other
temperatures, are shown graphically in Figure 6.
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DENSITIES OF SOLUTIONS FROM 65 TO 95°C.
The densities of the sodium carbonate solutions were obtained
using pycnometers which were calibrated at each temperature with water
to determine the true volumes. Since ethylene glycol was used in the
thermostat, the pycnometers were removed from the bath after they
reached equilibrium temperature and rinsed with both water and acetone.
The dry pycnometers were weighed to 1 mg. on an analytical balance.
The results are given in Table VII. The results were plotted
as a function of concentration (Figure 7) and checked with the values
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THERMODYNAMIC DATA DERIVED FROM
EXPERIMENTAL RESULTS
ACTIVITY COEFFICIENTS AT 25°C.
From the e.m.f. values listed in Table II, the ratio Y+2/y+r may
be calculated using Equation (46) and the appropriate values of E, m2
and m o
r
log y+2/Y±r = ENr/(2o3)RT v -log m+2/mr (91)
In order to calculate the absolute values of all the activity coeffi-
cients, Y±r must be evaluated by extrapolating the experimental results
to infinite dilution using the Debye-Huckel equation and the procedure
outlined in the theory section of this thesis. For the calculations
the following constants were used:
R = 8.314 joules/deg.-mole
T = 298.17K
r= 96,501 coulombs/g-equivalent
(20303)v RT/N = (20303)(3)(8 0314)(298o17)/(2)(96,501)
= 0O088725 volts = 880725 mvo
Sf = Oo7164 (20)
Sample calculations are included in the Appendixo Using




The activity coefficient of the reference solution was calculated
using Equation (66)
log y = -Oo-7164 -/ 0l+0 878 + O 1OOlc-log(1+0+018m) (92)
Finally y±2 for all solutions other than the reference solution was
calculated from Equation (91). Corrections for the hydrolysis were
calculated and found to be negligible at O.l m and higher concentrations.
In Table VIII are listed the activity coefficient data derived
from the equilibrium e.m.f.of concentration cells without liquid
junction at 25°C. The value of the activity coefficient reference
solution is shown in parentheses to indicate that it was calculated by
the Debye-Huckel equation. In order to show the accuracy with which
the Debye-Huckel equation fits the experimental data and the applicable
concentration range, the activity coefficients y+(Debye-Huckel)
calculated by this equation are also listed To indicate the variance
in the data from the simple Debye-Huckel Equation (47), the results
are plotted as a function of r in Figure 8. The limiting slopes of
other valence types are also shown.
For the sake of comparison, the original data of Lortie and
Demers (1) and Saegusa (2) are presented in Table IX. The data from
all three investigations are shown graphically in Figure 9.
TABLE VIII










1o 514 0 238 0,238
2o009 0o220 0,220
2 o510 0.202
*Calculated by the Debye-Huckel equation
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ACTIVITY COEFFICIENTS AT 15 TO 650C. FROM CONCENTRATION CELL DATA
From the equilibrium e.m.f. of concentration cells at 15 to
65 oC. in Table IV, activity coefficients were calculated using the
procedure outlined in the previous sections The following values of
the constant in Equations (58) and (59) were calculated:







For the Debye-Huckel equation, the limiting slope, Sf, (20)
and the values for the constants A and B calculated from experimental
data are as follows:
Temperature
°C. S A B
f
15 007018 00729 00014
25 0,7164 0.878 0001
37.5 07346 10235 -00045
50 007554 10504 -0o084
65 00 7844 1700 -0.127
The results of the calculations are summarized in Table X
and shown graphically in Figures 10, 11, and 12. The values of the
activity coefficient for the O.l m reference solution were calculated
from the Debye-Huckel equation and shown in parentheses, whereas the
activity coefficients at all other concentrations were calculated by the
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TABLE X
ACTIVITY COEFFICIENTS AT 15 TO 65°Co
Molality 15° 25° 3705 ° 50° 650
01005 y+ (0o448) (0O465) (0504) (00524) (00529)
y;(DoH,) 00448 0.465 00504 0o524 0o529
002008 Y+ 0o371 Oo393 0,441 0o466 0o471
y;(DoHo) 0o372 00394 0o441 00464 00469
004009 yt 0,306 00331 0,382 0405 0405
y+(DoH) 00306 00332 00382 00404 0o405
0o6012 y+ 0.273 00300 0,349 00367 0o365
y+(DoHo) 0o273 00300 00349 00367 0.363
0o8470 y 0249 00276 00321 00334 00325
y+(DoHo) 00248 0o275 0o321 00334 00324
1,0047 y+ 0o237 00263 00303 0o316 00303
y (DoH.) 0o237 00264 00303 00316 00301
105355 y+ 0o210 0.230 00268 00274 00263
y+(DoHo) 00210 00230 0o267 00267 00253
fundamental equation for concentration cells (91). It is obvious that
errors in the extrapolation of the experimental data and the evaluation
of the reference solution activity coefficient effect all the derived
data. Activity coefficients, y+(D.H.), for each solution were calculated
by the Debye-Huckel equation and listed in Table X for comparison.
In the calculation of the data, the errors due to hydrolysis
were determined using Equations (69) to (78) and the procedure outlined
on page 32. By neglecting hydrolysis, the maximum error in m±2/mtr was




the errors were considerably smaller. Therefore, the corrections for
hydrolysis over the experimental concentration range were not necessary.
ACTIVITY COEFFICIENTS FROM VAPOR PRESSURE MEASUREMENTS AT 65 TO 95°C.
The e.m.f. values of concentration cells yield a direct measure
of the logarithmic ratios of activity coefficients. However, vapor
pressure measurements yield the activity of the solvent (water), and
integration of the Gibbs-Duhem equation is necessary to determine the
corresponding logarithmic ratios of the activity coefficients.
pal at m2
log rY2/y¥r = 18o052/m d log a1 -log m2/ml (83)
al at mi
1/2 1/2
In y2/r ( 2 -. ) -2 (1-)p)/m dm (33)
Integration of Equations (83) and (33) yields the same results, but
the magnitude of the errors in evaluation is reduced using Equation
(33). Both equations were used to calculate the data at 65'C., and
only Equation (83) was used at 80 and 95°C.
For calculation purposes a reference solution of 0.4000 m was
chosen. A lower concentration was not used to avoid accumulative
errors due to hydrolysis and more difficult graphical integrations
at concentrations below 0.4 m. It was estimated that the vapor pressure
data were accurate to 0.2 to 0.5%. However, in the graphical integration
of the term containing the activity of the water (log al) it was
necessary to estimate the vapor pressure to O.O1 mm. Hg at 65°C. and
0.5 mm. Hg at 80 and 95°C. from the smooth vapor pressure curves. The
sensitivity of the activity term may be illustrated by the following
example
P1 186078 ; log a1 -= o00202
P 186o79 , log a = -0o00199
An intermediate graph of m versus log a1 was made at each temperature
to average the data. The results of the integration are listed in
Table XI.
The process of extrapolating log Y+2/Yr by the Debye-Huckel
equation and the evaluation of constants A and B was carried out as
described in the theory section using Equations (84) through (89).
The values of the limiting slope, Sf, used in the calculations and
the determined values of A and B are as follows:
Temperature, °C S A B
f
65° 0o7844 1o615 -01o09
80 0o8166 o1480 - 0o153
95° Oo8524 1l202 .~0o072
TABLE XI
























































































































From the values of A and B the activity coefficients of the
0.4 m reference solution at 65, 80, and 95°C. were calculated by the
Debye-Huckel equation.
log y+ = -Sf / l+A / + Bc -log (1+0.054 m) (93)
The activity coefficients of the other solutions were calculated
directly from the logarithmic ratios in Table XI. The activity
coefficients, yT (D.H.), from 1.l m to 1.0 m were also calculated from
the Debye-Huckel equation. The activity coefficients derived from the
vapor pressures of sodium carbonate solutions are summarized in Table XII.
Sample calculations are included in the Appendix. The results are shown
graphically in Figures 11 and 12.
RELATIVE PARTIAL MOLAL ENTHALPIES
The relative partial molal enthalpy of a solute (L2) is defined
by Equation (37).
L2 = -vRT2 3lny/aT (37)
The logarithms of the activity coefficient data from Tables X and XII
were graphed as a function of temperature at constant concentration as
shown in Figure 12. The slopes of the curves were measured at 25, 37.5,
50, 65,and 80°C. using the front face mirror technique, and L2 was







Conc. Y+ y+(D.H.) y+ y+(D.H.) y+ y+(D.H.)
0,1000 0,522 00522 0.489 0.490 0 448 0.449
002000 0,462 0.462 0,423 0.423 0,382 0,382
0.3000 0,426 0,426 0.384 0.383 0,345 0.344
0.4000 (0.400) 0.400 (00354) 0.354 (0,319) 0,319
005000 0,379 0.379 0,330 0,330 0.300 0.300
0.6000 0.361 0,361 0.310 0.310 0.284 0.284
0.7000 0.345 0.345 0.293 0.293 0.271 0,271
0.8000 , 0.330 0.330 0.278 0.278 0.260 0.260
0.9000 0.318 0.317 0.264 0.263 0.249 0.249
10o000 0.308 0.305 0,254 0.251 0,240 0.240
1,2500 0.286 - 0.231 - 0,220 -
1.5000 0,272 - 0.213 - 0.203 -
2,0000 0.250 - 0.193 - 0.184 -












RELATIVE PARTIAL MOLAL ENTHALPIES
OF SODIUM CARBONATE IN SOLUTION
L2 in cal./mole
* 25°C, 37.5°C. 50°Co 60
-291 -335 -122 +1l
-413 -425 -160 +2;
-501 -438 -166 +3'
-622 -405 -118 +4]
-624 -436 -66 +5;
-631 -447 -31 +6'
-642 -332 -14 +6:









The only means of comparing the results of this study with
previous thermochemical measurements is to calculate L2 from the
enthalpies of solutions at 18°C. reported by Bichowsky and Rossini
(8) and Equation (40),
L A HD -1/2 m< D/a V (40)
The enthalpies were based on a few thermochemical measurements above
,:Qo28 m;below 0.28 m all the values were estimated. Since the heat of
dilution AHD depends on the value of the estimated enthalpy at infinite
dilution










any errors in H due to experimental technique or heat effects caused
by hydrolysis are magnified using Equation (40)o The results of the
calculations using Equation (40) are also shown in Table XIII.
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DISCUSSION OF THERMODYNAMIC DATA
In the previous section, the methods of calculating the thermo-
dynamic data were summarized, and the results were presented. It is
very important to realize that the experimentally determined electro-
motive forces and solution vapor pressures yield valid measures of the
free energy changes of dilution. The only uncertainty in the data
arises in the calculation of the absolute values of the activity
coefficients and relative partial molal enthalpies. It is necessary
to consider further the reliability of these results and to discuss
the utility of the thermodynamic data.
RELIABILITY OF ACTIVITY COEFFICIENT DATA AT 25°C,
The first consideration in the reliability of the activity
coefficient data is the comparison of the results from this investigation
with those previously reported in the literature. The data are shown
graphically in Figure 9. The only discrepancies in the data appear to
be due to errors in determining the absolute values of the activity
coefficients and not to any errors in the measure of the free energy
changes over the experimental concentration range. As mentioned
previously, Lortie and Demers (1) estimated that their results were
2,6 to 3.1% high. If these corrections are applied, the results from
the concentration cells and the combined results from freezing point
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depression measurements and vapor pressure are in excellent agreement.
The results of Saegusa (2) are significantly low over the entire
concentration range. The inaccuracies in his method of extrapolation
to infinite dilution account for the erroneous value of E° and,
subsequently, for the absolute values of all the activity coefficients.
Considering the fact that three different methods of measurement and
extrapolation were employed, agreement of the results is satisfactory.
Use of the Debye-Huckel equation for purposes of extrapolation appears
to reduce the uncertainties in the derived results.
Another means of checking the reliability of the absolute values
of the activity coefficients is the calculation of the pH of a dilute
solution and comparison with the measured pH at the same concentration
and temperature. From Equations (70) and (72)
1/2
Na+ = rt+ Na2C0 3 (94)
From Equation (73)
1/2
aOH- = mx -OH mx y (95)
Since the activity of water is approximately equal to unity in
dilute solution, the activity of the hydrogen ion is given by the
equation
1/2
H"Vw^V^ = 1/2(96)a = va -v K/mxy (96)
The pH of a solution is therefore expressed as
1/2
pH = -log aH+ -log I/mx 2+ (97)
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In order to calculate the pH of a solution the following steps are required
at each temperature. From the values of y, KW, and K2A, the degree of
hydrolysis is calculated using Equations (69) to (78). The pH is then
calculated using Equation (97).
Recent determinations of K2A for carbonic acid at 25°C. have varied
from 4.3 to 5.6 x 10-1l (21). Using the above procedure for calculating
the pH and both the maximum and minimum values of K2A the calculated
pH of a 0.1 m solution was 1128 and 11.32 at 25°Co Martin (22)
reported the pH of a solution of equal concentration at 25°C to be
1130. The calculated values of pH are in excellent agreement with the
measured pH at 0.1 m. To determine the effect of the activities on the
calculated pH values, the pH was also calculated assuming that the activity
coefficients were unity. The calculated pH values were then 11.62 and
11.66. The use of concentration rather than activities in the above
calculations introduces considerable errors in the results.
A finalindication of the reliability at 25°C. may be obtained by
considering the activity coefficients of the individual ions in dilute
solutions. The sodium compounds may be separated into two groups: (1)
those compounds in which the anions are simple such as Cl-, OH-, etc. and
(2) those compounds in which the anions are polyatomic such as NO,
C 10 , S0-, etc. From a survey of activity coefficient data of sodium
compounds (5), the sodium ion activity coefficients were calculated at
an ional concentration of 0.6 (O.1 m Na2 CO3).
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TABLE XIV
COMPARISON OF THE SODIUM ION ACTIVITY COEFFICIENTS




















Na2 CO3 (this study) 0.682
The values shown..in Table XIV are only approximately correct
because of the effect of the anions on the mean activity coefficient.
However, the activity coefficient of the sodium ion in sodium carbonate
is consistent with most of the sodium compounds with polyatomic anions.
RELIABILITY OF ACTIVITY COEFFICIENT DATA FROM 15 TO 950C.
Since thermodynamic studies on the behavior of electrolytes over
a wide range of temperature have been carried out for only a very few
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compounds, it is impossible to judge the reliability of the derived
data in relation to data obtained for similar compounds. 'However,
considerations of the experimental limitations, internal consistency
of the derived data, and trends indicated from other studies are
helpful.
As mentioned previously, the behavior of the concentration cells
over the entire temperature range was satisfactory except for the l.0
and l.5 m solutions at 50 and 65°C. The e.m.f. at various temperatures
was reproducible whether determined during a series at ascending or
descending temperatures. Since the rapid temperature equilibration of
the cells was established for the low concentrations, the experimental
procedure for determining the e.m.f. of the cells at high concentration
appears to be justified. The e.m.f. of the l.0 and l.5 m concentration
cells at 50 and 650C. were least reliable, but these values had little
or no effect on the extrapolation of the data to infinite dilution.
The determination of activity coefficient data from vapor
pressure measurements is inherently less accurate than the concentration
cell method for several reasons. The ratios of the activity coefficients
are not obtained by independent measurements but from the integration
of a function dependent upon experimental data, and the errors are
accumulative. From 65 to 95°C. the vapor pressure data should be
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accurate to O.O1 to O.1% in order to avoid significant errors in the
integration process. In this study the estimated accuracy of the data
was roughly 002 to 005%. However, the errors were minimized by
averaging the data by graphical means. Another disadvantage of the
vapor pressure method of evaluation for hydrolyzed salts is due to the
fact that the activity of the water is a function of the concentration
of all the ions in solution and not the concentration of the unhydrolyzed
ions of the sodium carbonate as expressed by Equation (90). The errors
due to this discrepancy are believed to be small because of the experi-
mental conditions. In addition, the changes in the degree of hydrolysis
over the experimental concentration range are small up to 50Co,, the
highest temperature at which ionization constant data are available.
It is necessary to consider the internal consistency of the derived
data in respect to concentration at constant temperature and in respect
to temperature at constant concentration. For the former, reference is
made to Tables VIII, X, and XII comparing activity coefficients obtained
from the experimental measurements and those calculated by the Debye-
Huckel equation over the applicable concentration range. Discrepancies
in the individual results would be indicated. by the inability of the
equation to represent the experimentally determined value. Since the
agreement between the activity coefficients calculated by both means
is excellent at each temperature from 15 to 95°C. over a concentration
range of O.l m to l.O m, there are no apparent inconsistencies in the
data at constant temperature.
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The activity coefficient data are represented graphically in
Figures 10, 11, and 12. Comparison of the results at 65"C. from the
two independent methods furnishes a good indication of the reliability
of the results in general. At O.l m the difference in the activity
coefficients is 0o007 or about 13%; at l.O m the difference in the
values is 0.005 or about 1.5%. Considering all the factors involved
in the calculation of the data by the two methods, the precision of the
results is very satisfactory. It is possible that at any other temperature
the activity coefficients are consistently high or low due to accumulative
errors in extrapolation. However, from Figure 12 such errors are not
apparent
Sodium hydroxide (23) and sodium sulfate (24) are the only
compounds studied over a range of temperatures which would be expected
to behave in a manner somewhat analogous to that of sodium carbonate.
Over comparable concentration ranges the activity coefficients of both
compounds reach maximum values at 25 to 35°C. and then diminish at
higher temperatures. For sodium carbonate the maximum values are
reached at 50 to 55°C.
It is not possible to make any valid interpretations of the
changes in activity coefficients with temperature because of our inadequate
fundamental understanding of electrolytic solutions. Obviously the
behavior of the electrolytes in solution depends on the relationship of
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the attractive forces between ions of the electrolyte and the attractive
forces between the individual ions and the solvent. From the Debye-
Huckel constant A, the apparent diameter of the ions or the minimum
distance of approach of two ions may be calculated.
)1/2










*From vapor pressure data
The above values of a indicate a possible change in the hydration of
the ions or a change in ionic association. It is possible that such
ions as (NaC03)- exist in the solutions at varying concentrations over
the experimental temperature range and account for some of the changes
in the activity coefficient data.
From a careful consideration of all the factors, it appears
that the activity coefficient data over the entire temperature range are
reasonably accurate.
THE RELATIVE PARTIAL MOLAL ENTHALPIES
Since the relative partial molal enthalpies of sodium carbonate
in solution are derived directly from the activity coefficient data,
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there is little more that can be said concerning their evaluation.
Even from the most reliable activity coefficient data, the expected
error in the value of L2 is not less than t25 cal./mole. From the data
in Table XIII it is possible to draw smooth curves through the values of
L2 plotted as a function of concentration, which indicates no major
discrepancies in the derived data.
Although the values of L2 are not highly accurate, it appears
that the data are more reliable than that obtained from previous
thermochemical measurements (11). The change in the logarithm of the
activity coefficient calculated at 18°C. from the thermochemical data
at 1.5 m is 0.022/°C. This value corresponds to a slope more than four
times that shown at 25°C. in Figure 12. If the activity coefficient
at 25°C. and 1.5 m is correct, the change in activity coefficient in
10°C. would be about 35%. Such a radical change in the activity
coefficient appears to be very improbable. Further inspection of the
data by Bichowsky and Rossini reveals that the heat of dilution values
for sodium carbonate are almost double the values of any other sodium
compound for comparable concentration differences. It is therefore
apparent that thermochemical measurements on sodium carbonate solutions
using recent developments in multijunction thermocouples and adiabatic
calorimeters are necessary to obtain accurate values of L2.
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SIGNIFICANCE OF THIS THERMODYNAMIC STUDY
The thermodynamics of sodium carbonate in solution has been
studied over a wide range of conditions. It appears that no previous.
study has used two experimental techniques to obtain data over such a
wide temperature range. However, no matter how comprehensive the data
may be, the work has little significance unless the results are fully
utilized.
There are a number of direct applications for these data. One of
the most important is the use of sodium carbonate activities in solution
studies. In the calculation of equilibrium constants and reaction
kinetics, it is necessary to use the activities of the components of
a system. Previously, concentrations of sodium carbonate were generally
used as the best approximation of the activities, and inaccuracies in
the calculations therefore resulted. In future studies using the
activity data, the calculations will be much more reliable.
Although data have been obtained only for pure sodium carbonate
in solution and not in mixtures with other electrolytes, the activity
of sodium carbonate in any solution may be estimated on the basis of
the total ional concentration or the ionic strength (4,5). A typical
example of a study in which the data are applicable is the determination
of the equilibrium of sodium carbonate, sodium bicarbonate, and carbon
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dioxide at various values of pH and temperature. In regard to reaction
kinetics, a very important industrial application is the study of the
absorption of sulfur dioxide or other gases by sodium carbonate solutions
with subsequent chemical reaction.
In many instances, in the pulp and paper industry, sodium
carbonate is in solution with other compounds such as sodium sulfide,
sodium sulfate, sodium hydroxide, etc. It is necessary to estimate
the activities of other compounds as well as the activity of sodium
carbonate for each solution at a specified temperature. However,
comprehensive data are not available for most of the other compounds,
and their activities must be estimated from the behavior of salts of
similar valence type. The reliability of such estimations may be
indicated by surveying the available activity coefficient data for
compounds at 25°C. (5). For all the compounds of valence type (1-2),
similar to sodium carbonate, the solutions are uniform in their
behavior. As a first approximation, the activity coefficients of
sodium carbonate may be considered to be representative of those of
all the (1-2) electrolytes up to 4.0 m. It appears that at other
temperatures the activity coefficients of (1-2) salts may be
estimated from the sodium carbonate data with reasonable accuracy.
However, the behavior of solutions of other valence type compounds is
quite variant, and the estimations of activity from available data are
less reliable.
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Another use of the thermodynamic data is the prediction of the
behavior of sodium carbonate solutions at high temperature. As outlined
previously, it is possible to calculate the pH of a solution from y+,
KW, and K2A. However, the second ionization constant of carbonic acid
has been determined only up to 50°C., and values at higher temperatures
must be estimated by extrapolation. In addition, the ionization constant
of water has not been determined with accuracy at high temperatures.
The calculated pH values above 50°C. must therefore be considered only
as rough approximations.
As mentioned previously, thermochemical measurements using modern
techniques are necessary for a more complete understanding of sodium
carbonate solutions. However, in the calculation of the integral heat
of dilution data, suitable corrections are necessary to account for
the heat effects due to hydrolysis. The results from this study should
therefore be helpful in interpreting the experimental measurements of
future studies.
In conclusion, it should be emphasized that our understanding
of solution behavior may be broadened only by the accumulation and
interpretation of thermodynamic and thermochemical data for many
electrolytic solutions. In this respect it is felt that the results
of this work represent a significant contribution to our comprehension
of solution behavior.
SUMMARY AND CONCLUSIONS
1. The e.m.f. of concentration cells without liquid junction
were measured at 25°C., and the reversibility of the proposed cell
reactions was established using independent activity coefficient data
and fundamental thermodynamic equations. The e.m.f. measurements were
subsequently extended from 15 to 650C. at concentrations from 0.1 m
to 1.5 m.
2. The vapor pressures of sodium carbonate solutions from 0.1 m
to 2.5 m were determined at 65 to 950C. using the gas saturation method.
The estimated maximum errors in the results were 0,2 to 0.5%.
3. The activity coefficients at 15 to 650C. were calculated
from the concentration cell data. The Debye-Huckel equation was used
to extrapolate the experimental data to infinite dilution. From the
vapor pressure determinations at 65 to 95°C. the logarithmic ratios of
the activity coefficients were evaluated by integration of the Gibbs-
Duhem equation from m = 0.4m to m 2. Calculation of the absolute
values of the activity coefficients was accomplished by employing the
Debye-Huckel equation. The reliability of results at 250C. was
established by (1) comparison with previously published data, (2)
calculation of the pH of a 0.1 m solution, and (3) comparison of the
sodium ion activity coefficient of sodium carbonate with those of
similar sodium compounds. From a careful consideration of the possible
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errors introduced by the experimental techniques, methods of evaluation
of the experimental data, internal consistency of the derived data,
and the trends in the behavior of similar compounds, it was concluded
that the results over the entire temperature range were reasonably
accurate.
4. The relative partial molal enthalpies of sodium carbonate
were calculated at 25 to 80°C. from the activity coefficient data.
Although the results were not highly accurate, the results appeared to
be more reliable than the values of L2 calculated from available
thermochemical measurements.
5. The significance of the data was discussed in respect to
applications in studies of equilibria and reaction kinetics, prediction
of the activity of sodium carbonate and similar compounds in mixed
solutions, estimation of pH values of sodium carbonate solutions at
high temperature, and application in thermochemical studies. It was
concluded that the work represented a significant contribution to our
understanding of solution behavior.
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Activity Coefficients at 25°C. From EM.F. Measurements
Concentration cell: O.l m-0. 2 m
mr = 0.1007
m2 = 0,2005
E(obs.) = -20.26 mvo
S = 0.7164
c = 1000 lmP/(mM + 1000)
r
= (1000) (Oo1007) (1o0079)/(01o007) (106,0) + 1000
= 001005 ; r = 6c = 0.6030
C2 = 0.2000 ; = 102000
From the Debye-Huckel Equation (57)
log Y+r = -Sf //(l+A F/) + Bcr - log (1+0.054 lr)
= (-0,7164) (0,6030)1/2 /[1+A(6030) ]
+B (01005) - log [1+0,054 (0.1007)]
= -0.5563/(1+0.7765 A) + 0.1005B-0.00023
log y+2 = -0.7848/(1+1.0954A) + 0.2000B-0.0047
The above calculations are made for each concentration cell.
The evaluation of constants A and B is carried out using Equations
(59) through (65). Assume A = 0.88 and B 002. From Equation (59)
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E(calc.) = -88.725(log m2 /m + log Y+2 -log +,r
= -88.725 [log 0.2005/0.1007
10.88 ( 954) + (0.2000) (0.02) -0004
\ 1-O.88(1o095 °2 ) (.2) -
1(-0,5563 + (0o 1005) (0.02) -00023)] = -20-36
AE = (-20.26)-(-20036) =+0o10
From Equation (63)
AE = -880725 [Sf f/(l+A )- )2 - S /(l-A )2 A A
-(88.725) (c 2-Cr) A B
AE = +0 10 = -88 725 r(007164)(102000) (0°7164)(0.6030)2) AAAE = +Oo10 = -88.725L [11+0.88(l.0954) 2 [l+0o88(0,7765)]2) A
-(Oo2000-0.1005) AB] ; -.O10=88,725(000700 AA-0,995AB)
A series of five equations like the above are calculated for each
of the concentration cells from m2 0°2 to m2 l.O. AA and AB are
solved by the method of averages
AA = -0.0029 A' = 0.877
AB = -0.018 B' = 0.002
The above process is repeated until AA, A Band AE are




y+r is calculated by the Debye-Huckel equation
log Y+r = -0.5563/[1+(0.878)(0o7765)] -0O001 (0o1005)-0.0023
= -0,3328
Y+r 0,465
Y+2 is calculated from Equation (83)
log y 2
= -E/88.725 -log m2/ml-log y+
= -(-20.26/880 725)-log 0.2005/0,1007 -log 00465
Y&2 = 0.393
Activity Coefficients Calculated From Vapor Pressures
Temperature : 80°CO
Reference solution-: 04000 m
Vapor pressure @ 04000 m = 349015
Vapor pressure@ 08000 m = 344035
At 0.4 m, log al = log P1/P = log 349o15/355o30
= -0,00758
At 0,8 m, log al = 0,01359
From Equation (58)
log (y+2/ytr) = -(18.502/m) d log al - log(m2/mr)
By graphical integration from mr to m2
j (18502/m) d log a = -0.19544
log (Y±2/r±r) = -(-0.19544) - log (008/0°4) = -0.10559
D log(f+2/f+r) = log(yr2/y*r) + log(l-0o054 m2)
-log (1-0.054 mr)
= -0°10559 - 0.00909 = -0O09650
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Assume A = 1.45 and B = -0.150. From Equation (86)
D (calc) = [-Sf j /(1+A ) + Bc2]-[-Sf /(1+A /~)+Bcr]
r21/2 1/2




AD = (-0965)-(-0,0954) = -0.0011
From Equation (87)
A D = [3.7923/(4 0 1248) -2o3758/(3.2127) 2 ] A A
+ (Oo7740-0.3881) AB
A D = -0.0011 = 000387 A A + 0.3859 AB
From a series of nine equations from m2 = O.1 to m2 = 1.0, AA and A B
are solved by the method of averages. The process is repeated and
the final values are
A = 1.480
B = -00153
From the Debye-Huckel equation
log Ytr = -0.3824-0.0594-0.0093 = -0.4511
Y+r = 0.354
From the above calculated ratio of activity coefficients,




Errors Due to Hydrolysis
Temperature 50°C.
K = 5.474 x 10 - 1 4
K = 6.73 x 10 - 11
y = 0.524 ; y C = 0,275
± 0,1 C03
Y+. = 0.316 ; y = 0.0999
KH = KK 2A = 5o474 x 10-14/6073 x 10-1
= 8,134 x 10 - 1 4
At 0.1 m
kH = KH (YCOCO YOH_) - 8.134 x 10-4(0.275/0.524)
= 4.269 x 10-4
k = mx /m(l-x)
= [ (.04)(0o.o0936) ]1/3
At m = 1.0,
k = 8.134 x 10 - 4 (0.0999/0.316) = 2.572 x 10-4
H
x = 0.0506
m±1.0 =[2(1-O) ] 2 [(1(1-o 0506)] 1 / 3
(4)(0.949)
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m /m. = [(4)(0o.949)/(0.04)(0.0936) ]13
±1.0 -o 1
= 10.06
m lo/mo 1l (uncorrected) = 10.00
error = (10.06-10O00)(l00)/10.00 = 0.6%
Vapor Pressure Determinations
From Equation (81)
P = P1 P/w(P-P) + w P
Concentration: 1.146 m
Temperature: 650Co
W = water vapor removed from water cells = 0o7660 go
w = water vapor removed from solution cells = 0.7660 go
Barometric pressure = Reading -scale correction
- Temp. corr. = 740,0@20 C. -1.0 - 24 = 736o6 mmo Hg,
AP = 10.4 cmo water = 7.6 mmo Hg
P = 736.6 + 7.6 = 744.2
AP = 0.6 cm. water = 0.4 mmo Hg, P = 737.0 mmo Hg
P = 187.65 mmo Hg
P =- (0.7 3 04)( 7 3 700)(187.65)/[(0o7660)(74492 - 187o6) + (07304)(187.65)]
1






































































































VAPOR PRESSURES OF SODIUM CARBONATE
SOLUTIONS AT 65 TO 95°C.
Vapor pressure in mm, Hg
Molality 65°Co 80°CO 95°C.
(water) 187.65 35503 63403































Vapor pressure in mm. Hg
650Co 80°C
182.06
182.13
182.05
181.21
181.55
181.61
182.01
181,85
181.73
181,32
181.56
179069
179.28
179.40
178.91
172.68
175.35
175.82
174.77
176.64
177.80
177.27
177.85
176.65
177.11
176.75
173.42
174.42
173043
173.96
169074
169.67
169.91
169.97
33403
34406
34400
344.9
343.9
343.9
343.4
343.1
341.4
34006
340.2
34005
335.7
334.3
334.0
33400
33504
336.1
33606
336.8
331.3
330.8
33100
332.0
323.6
32404
32400
323.2
Molality
006934
008046
95°C,
1.001
61304
61400
61401
614.4
1.146
10444
611,6
610,5
610.2
610.2
60705
607.1
60701
607.4
60501
603.8
60403
603.5
lo519
20011
2.520
600.4
601.6
60006
600.5
58906
58903
589.2
59002
579.3
577.5
578.7
578,2
